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Abstract 
 
 
Several cobalt salen complexes were synthesized.  Early solubility issues were solved by adding 
cyclohexyl and phenyl substituents to the diamine backbone of the ligand.  Crystals were 
obtained for complexes 18, 20, and 21.  These complexes represent a series of compounds 
differing only in number of electron withdrawing substituents.  Cyclic voltammetry was 
performed on 18, 20, and 21 to probe the catalytic activity of each compound.  Initial CVs were 
taken in acetonitrile solutions.  Subsequent CVs were taken with additions of TFA to prove the 
catalytic activity of each complex.  It was found that 21, containing the most electron 
withdrawing substituents, was the most active and had the most positive redox couple followed 
by 20.  18 exhibited a very negative redox couple at -1.37 V and showed no catalytic activity. 
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INTRODUCTION 
 
 
Global Energy Concerns and Climate Change 
 
There are currently global crises concerning pollution, climate change, and long term 
energy security.
1
  Approximately 17.5 TW of energy were consumed globally in 2010.  Energy 
consumption is projected to rise to around 27.4 TW by the year 2050.
2
  The vast majority of this 
energy is obtained from non-renewable resources; particularly fossil fuels like oil, natural gas, 
and coal.
3
  A couple of very important problems are associated with fossil fuel consumption.  For 
one, fossil fuels are regenerated very slowly over millennia.  Since these fuels are being 
consumed many orders of magnitude faster than they are being produced they will eventually be 
depleted.  It is projected that there is enough oil, natural gas, and coal to last for several centuries 
with current projections of consumption rates, but it is important to develop solutions to the 
eventual issue of depletion before lack of energy resources becomes a critical problem.
4
  One of 
the most important current issues with fossil fuels is that obtaining and burning fossil fuels is 
environmentally unfriendly directly through destruction of natural spaces and indirectly by 
production of greenhouse gasses.  Anthropogenic emission of greenhouse gasses, in particular 
CO2, is considered to be the main factor in the current global warming trend.  CO2 emissions 
have steadily increased at an alarming rate since the Industrial Revolution.  Current projections 
predict that CO2 emission rates will continue to rise which could result in a global temperature 
increase of as much as 4°C by 2100.  A temperature increase of such magnitude could prove to 
be disastrous ecologically with major changes in climates resulting in mass extinctions, land lost 
to rising ocean levels, and changing seasonal patterns disrupting flora and fauna.
5
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Renewable Energy and Solar 
Efforts are being made to develop renewable, green technologies for energy production to 
help slow or even reverse anthropogenic climate change as well as to ensure ample energy 
sources will be available long into the future.  Current renewable energy sources include wind, 
hydro, geothermal, and solar.  Of these, solar offers perhaps the greatest potential as a major 
renewable resource worldwide.  Solar energy has the advantage of being available in every 
region of the world unlike the other renewable sources mentioned.  Solar is also advantageous 
because an enormous excess of energy strikes the Earth each year; approximately 1.2 x 10
5 
TW 
annually, or about 7000 times the world’s annual consumption.2,4  However, solar power does 
have issues with regard to storage for times when the Sun is not shining.  It is also currently a 
rather inefficient and expensive process with a theoretical maximum efficiency of 68% energy 
conversion when using unconcentrated sunlight.
6
  The current cost of solar energy makes it quite 
prohibitive.  Solar electricity cost about $0.35 per kW-hr in 2006 compared to only $0.02-0.05 
per kW-hr for fossil fuel derived electricity.
4
  This cost is largely because solar energy is much 
more diffuse than other forms making collection more difficult and costly. 
Most solar energy is produced by photovoltaics which utilize charge separation across a 
light absorbing material, usually a semiconductor, to generate an electrical current.
7
  
Photovoltaics work well while the sun is shining, but long term storage for later use presents a 
major problem.  Some possible storage techniques include kinetic methods (use solar energy to 
move water up a hill then capture energy as it is allowed to flow back down), electrochemically 
in the form of a battery, or chemically in atomic bonds.  Of these methods, storing solar energy 
in chemical bonds is perhaps the most important in current research. 
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Artificial Photosynthesis 
One method of using solar energy to synthesize a chemical fuel is through artificial 
photosynthesis.  The goal of photosynthesis in organisms is to utilize solar radiation to store 
energy in the chemical bonds of glucose and other sugars.  Plants and some single-celled 
organisms, collectively known as photoautotrophs, convert carbon dioxide and water into sugars 
using the energy of the sun to fuel several reactions occurring in specialized organelles.  The 
goal is the same in artificial photosynthesis.  However, unlike organisms which produce glucose 
and other carbon based chemical fuels, artificial photosynthesis is usually utilized for production 
of hydrogen gas.  Hydrogen gas is formed via the catalytic reduction of water.  Pure hydrogen 
can in turn be used to create fuel cells; clean energy sources whose only byproducts are H2O 
when burned. 
Hydrogen is an excellent choice as a clean fuel source for many reasons.  For one, it is 
easily produced from electricity and can easily be converted back into electrical energy.
7
  The 
main raw material for hydrogen production via artificial photosynthesis is water, which is ideal 
because of its abundance and because it poses little risk to the environment.  Hydrogen’s energy 
can be obtained through multiple different routes including standard flame combustion and 
electro-chemical conversion.  Hydrogen also produces very few pollutants when burned with air; 
H2O being the main byproduct of combustion.  Hydrogen has the ability to potentially replace 
much of our current hydrocarbon consumption in a new “hydrogen economy”.8  The hydrogen 
economy is a vision where hydrogen is utilized as the main source of energy.  In order to realize 
this vision while being truly environmentally friendly, however, clean methods of producing 
hydrogen are necessary.   
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Currently the largest proportion of hydrogen is produced from hydrocarbon sources like 
methane.
9
  The process is known as steam-reforming and involves reacting methane with steam 
and a small amount of catalyst under high temperature and pressure conditions.  This process 
produces hydrogen and carbon monoxide, with carbon dioxide produced from a subsequent 
reaction between carbon monoxide and water.
10
  Though it is clean burning, hydrogen is still a 
not a carbon neutral fuel source because of these production methods.  Artificial photosynthesis 
offers an answer to this problem. 
Though the overall process of biological photosynthesis is congruous with what is 
achieved in artificial photosynthesis, it is the reactions which occur in photosystem I and 
photosystem II which are most relevant to research in catalytic hydrogen production.  In 
photosystem II two water molecules are oxidized to yield diatomic oxygen and four protons.  In 
photosystem I the electrons taken from the oxidation of water in photosystem II fill an electron 
deficit in an electron acceptor thereby reducing the acceptor.  Photosystem I is what is replicated 
in the catalytic reduction of water, with electrons provided by an electric current and protons 
being reduced to hydrogen. 
The ultimate goal of artificial photosynthesis research is to develop molecular 
photosystems which can be placed in aqueous solution and generate hydrogen upon illumination 
with sunlight.  The basic structure of these photosystems is a dye-sensitized chromophore 
attached to a semiconductor which is attached to a catalyst (Fig. 1).  When sunlight excites the 
chromophore an electron can be transferred into the conduction band of the semiconductor.  The 
electron then transfers to the catalyst where the catalytic reduction of protons occurs at the metal 
center. 
13 
 
 
Figure 1.  Basic design of a molecular photosystem for photocatalytic production of hydrogen in 
aqueous solution.   
 
 
Precious metals such as platinum and their associated complexes are very efficient 
catalysts for proton reduction, but their undesirably high cost and scarcity make them impractical 
for any sort of real world application.  Because of the prohibitive costs associated with precious 
metals, current research in artificial photosynthesis focuses largely on developing new catalysts 
containing abundant earth metals.  Catalysts for this process must be inexpensive, must not 
decompose quickly, and must not require too negative of a potential to work effectively.  That 
the catalysts work at a relatively positive potential is important in order to reduce the amount of 
energy necessary to start the catalytic process.  Much research has been devoted to the 
development of nickel, cobalt, iron, and molybdenum coordination complexes in particular.
11
 
 
Earth Abundant Catalysts for Proton Reduction 
 An ideal catalyst for hydrogen production must be robust, have a low overpotential, and 
be stable in aqueous solutions.  The catalyst must also be made of earth abundant for commercial 
purposes where cost-effectiveness is of utmost important.  The turnover number (TON) of a 
catalyst is defined by the number of catalytic cycles it can withstand before decomposing, and 
14 
 
the higher the turnover number the more active the catalyst.  TON is an indicator of robustness.  
A catalyst must be able to be both oxidized and reduced in a full catalytic cycle.  If the complex 
cannot be regenerated at the end of a catalytic cycle it is effectively useless for any practical 
applications.  Another related term is the turnover frequency (TOF); which is defined as the 
number of moles of hydrogen produced per unit time per mole of catalyst.  TOF gives a good 
idea of the catalytic activity of a complex.  The catalyst must have a low overpotential; which is 
a thermodynamic measure defined as the difference between the applied potential and the 
standard potential for hydrogen formation.  The overpotential can be thought of as a parameter 
quantifying the driving force of a reaction.  A good catalyst for hydrogen production via artificial 
photosynthesis must also be stable in water.  Hydrogen production in aqueous solutions would be 
impossible if the catalyst decomposed in water. 
 
Cobalt-salen Complexes 
Catalysts for artificial photosynthesis have often been modeled after the hydrogenase 
enzyme found in biological systems.
12
  In the natural context hydrogenase is a very effective 
catalyst of hydrogen production from water.  Hydrogenase has a low overpotential and high 
turnover frequency which makes it similar to platinum catalysts in efficiency at catalyzing 
reductive splitting of water.
13
  Hydrogenase contains iron and nickel metal centers, 
demonstrating that earth abundant metals can be used effectively in hydrogen production.  It is 
proposed that the nitrogen of an azadithiolate ligand mediates proton transfer at the active site in 
[FeFe] hydrogenase (Fig. 2).
14
  Because of the effectiveness of hydrogenase, coordination 
complexes containing metal-nitrogen bonds are expected to be potentially effective catalysts that 
have been inspired by hydrogenase. 
15 
 
One class of ligands that includes these metal-nitrogen bonds are salens.  The most basic 
salen ligand is tetradentate and is synthesized by reacting ethylenediamine with two molar 
equivalents of salicylaldehyde in a condensation reaction.  Salens are great ligands for study 
because they are highly tunable, easily synthesized, tetradentate, and very stable.  One of the 
most famous uses of a salen-type ligand is in Jacobsen’s catalyst, a manganese-salen complex 
originally described for catalytic epoxidation of unfunctionalized olefins.
15
  A cobalt complex 
with ligands closely related to salens was recently studied and has been found to catalyze 
hydrogen production.  Mechanistic studies point to the metal bound nitrogens facilitating 
hydrogen production, an important discovery for the design of proton reduction catalysts (Fig. 
2).
16
  It is worth noting that the oxygen containing derivative in 2b is not active for proton 
reduction due to the presence of electron donating groups. 
 
 
 
Figure 2. (a) The active site of [FeFe] hydrogense highlighting the azadithiolate ligand and (b) 
the structures of some recently studied cobalt salen complexes.
16
   
16 
 
 Though only nickel and iron are found in the metal centers of the active region of 
hydrognase enzymes, complexes with cobalt as the metal center are also of great interest.  Cobalt 
is a good choice for use in electrocatalytic complexes because it is earth abundant, highly active, 
and the +1, +2, and +3 oxidation states are accessible in redox chemistry.
17
  Drawing inspiration 
from hydrogenase, it is a major goal to create effective proton reduction catalysts from first row 
transition metals.  Because cobalt salen complexes form tetradentate chelates they are very stable 
in general and potentially stable in water which is important because water is the main solvent of 
interest for proton reduction. 
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EXPERIMENTAL 
 
Materials 
 All reactions were completed in the presence of air unless otherwise noted.  All reagents 
were purchased from Thermo Fisher Scientific and used without purification unless indicated 
otherwise. 
 
Instrumentation 
 
1
H and 
13
C NMR spectra were taken using a Varian Mercury VX 400 MHz spectrometer 
operating in pulse Fourier transform mode.  All chemical shifts were referenced to residual 
solvent.  All electrochemical experiments were carried out under argon atmosphere using a CH 
Instruments 620D potentiostat.  Cyclic voltammograms were obtained using a three electrode 
cell containing a glassy carbon working electrode, a platinum auxiliary electrode, and a SCE 
reference electrode.  The glassy carbon and platinum electrodes were polished before each run 
on a cloth polishing pad using 0.05 µm alumina powder mixed with water to form a paste.  They 
were then washed with water and acetonitrile prior to being placed in solution.  The SCE was 
rinsed with water and acetonitrile before the first run, and then left in place throughout the rest of 
the experiments. 
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Synthesis of Ligands 
 
Figure 3.  General scheme for salen ligand syntheses.  2 molar equivalents of aldehyde added to 
1 molar equivalent of diamine in alcohol to yield salen ligands. 
 
 
2,2'-((1E,1'E)-(ethane-1,2-diylbis(azanylylidene))bis(methanylylidene))diphenol (1). 
Ethylenediamine (0.14 mL, 2.05 mmol) was added to salicylaldehyde (0.44 mL, 4.09 mmol) 
dissolved in 5.2 mL absolute ethanol and left to stir for 45 minutes.  The resultant solution was 
bright yellow and contained a yellow precipitate.  0.245 g of bright yellow solid was obtained 
upon filtration (yield = 45%).  
1
H NMR (CDCl3): δ 13.20 (s, 1H), 7.27 (m, 5H), 6.90 (m, 5H), 
3.95 (s, 4H). 
3,3''-((1E,1'E)-(ethane-1,2-diylbis(azanylylidene))bis(methanylylidene))bis(([1,1'-
biphenyl]-4-ol)) (2).  Ethylenediamine (33.5 µL, 0.50 mmol) was dissolved in 2.5 mL absolute 
ethanol and was added to an ethanolic solution of 4-hydroxy-biphenyl-3-carbaldehyde (0.200 g, 
1.00 mmol).  The aldehyde solution was heated to near reflux then the amine solution was added 
and refluxed for an additional hour.  An orange solution with brown precipitate formed.  About 
0.080 g of light brown solid was obtained upon filtration (yield = 38%).  
1
H NMR (CDCl3): δ 
13.25 (s, 1H), 8.45 (d, 2H), 7.45 (m, 16H), 4.20 (s, 4H). 
6,6'-((1E,1'E)-(ethane-1,2-diylbis(azanylylidene))bis(methanylylidene))bis(2,4-
dibromophenol) (3).  Ethylenediamine (59.5 µL, 0.89 mmol) and potassium hydroxide (0.102 g, 
19 
 
1.79 mmol) were dissolved in 1 mL absolute ethanol and added to an ethanolic solution of  3,5-
dibromosalicylaldehyde (0.502 g, 1.79 mmol).  The solution was refluxed for one hour 
producing a bright yellow solution with yellow precipitate.  0.096 g of yellow solid was obtained 
upon filtration (yield = 19%).  
1
H NMR (CDCl3): δ 8.25 (s, 2H), 7.70 (d, 2H), 7.35 (d, 2H), 4.00 
(s, 4H). 
2,2'-((1E,1'E)-(ethane-1,2-diylbis(azanylylidene))bis(methanylylidene))bis(4-
nitrophenol) (4).  Ethylenediamine dihydrochloride (.199 g, 1.50 mmol) and potassium 
hydroxide (0.168 g, 2.99 mmol) were dissolved in 1.6 mL absolute ethanol.  2-hydroxy-5-
nitrosalicylaldehyde (0.500 g, 2.99 mmol) was weighed separately and dissolved in 10 mL 
dichloromethane and 3.6 mL ethanol.  The amine solution was added to the aldehyde solution 
and refluxed.  After half an hour an orange solution with orange precipitate was formed.  0.425 g 
of orange solid was obtained by filtration (yield = 79%). 
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(1) 
 
(2) 
 
(3) 
  
(4) 
 
Figure 4.  Structures of the four ligands synthesized without substitutions to the diamine 
backbone. 
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3,3''-((1E,1'E)-((1,2-diphenylethane-1,2-
diyl)bis(azanylylidene))bis(methanylylidene))bis([1,1'-biphenyl]-4-ol) (5).  
Diphenylethylenediamine (0.102 g, 0.48 mmol) dissolved in 2.5 mL ethanol was added to an 
ethanolic solution of 4-hydroxy-biphenyl-3-carbaldehyde (0.201 g, 1.01 mmol).  This solution 
was refluxed for one hour.  A dark brown solution with brown precipitate was formed.  0.184 g 
of light brown was obtained by filtration (yield = 67%).  The filtrate was evaporated under 
vacuum giving another dark brown solid.   
6,6'-((1E,1'E)-((1,2-diphenylethane-1,2-
diyl)bis(azanylylidene))bis(methanylylidene))bis(2,4-dibromophenol) (6).  
Diphenylethylenediamine (0.501 g, 2.36 mmol) and potassium hydroxide (0.132 g, 2.36 mmol) 
dissolved in 2.4 mL absolute ethanol was added to an ethanolic solution of 3,5-
dibromosalicylaldehyde (1.322 g, 4.72 mmol) and heated to reflux.  After an hour and fifteen 
minutes a clear, dark red-orange solution was produced.  This solution was evaporated under 
vacuum giving a red-orange powder.   
6,6'-((1E,1'E)-((1,2-diphenylethane-1,2-
diyl)bis(azanylylidene))bis(methanylylidene))bis(2,4-dinitrophenol) (7).  
Diphenylethylenediamine (1.25 g, 5.89 mmol) and potassium hydroxide (0.332 g, 5.92 mmol) 
were dissolved in 5.9 mL absolute ethanol and added to an heated, ethanolic solution of 3,5-
dintitrosalicylaldehyde (2.50 g, 11.8 mmol).  The solution was refluxed for two hours and ten 
minutes. A bright red-orange solution with orange precipitate was produced.  A dark orange-red 
solid was obtained upon filtration (yield = 55%).  
1
H NMR (CDCl3): δ 10.03 (s, 2H), 8.25 (s, 
2H), 7.90 (d, 4H), 7.6 (m, 10H), 4.72 (s, 2H). 
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(5) 
 
(6) 
 
(7) 
Figure 5.  Structures of ligands synthesized with two phenyl groups substituted on diamine 
backbone. 
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2,2'-((1E,1'E)-(cyclohexane-1,2-
diylbis(azanylylidene))bis(methanylylidene))diphenol (8).  Trans-1,2-diaminocyclohexane 
(0.120 mL, 1.00 mmol) was dissolved in 25 mL ethanol was slowly added dropwise to and 
ethanolic solution of salicylaldehyde (0.215 mL, 2.02 mmol).  The solution was refluxed for 
thirty minutes.  A clear, yellow solution was produced.  Solvent was drawn off under vacuum 
giving a bright yellow solid.  
1
H NMR (CDCl3, Fig. 6): δ 13.33 (s, 2H), 8.25 (s, 2H), 7.23 (m, 
2H), 7.15 (m, 2H), 3.32 (m, 2H), 1.65 (m, 10H).  
13
C NMR (CDCl3, Fig. 7): δ 164.89, 161.14, 
132.36, 131.68, 118.80, 116.96, 72.85, 33.32, 31.18, 24.39. 
Figure 6.  
1
H NMR spectrum of 8. 
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Figure 7.  
13
C NMR spectrum of 8. 
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6,6'-((1E,1'E)-(cyclohexane-1,2-diylbis(azanylylidene))bis(methanylylidene))bis(2,4-
dibromophenol) (9).  trans-1,2-diaminocyclohexane (0.100 mL, 0.83 mmol) and potassium 
hydroxide (0.100 g, 1.78 mmol) were dissolved in 0.9 mL ethanol and added to a heated, 
ethanolic solution of 3,5-dibromosalicylaldehyde (0.500 g, 1.78 mmol).  The solution was 
refluxed for forty-five minutes.   A clear yellow solution was obtained.  This solution was 
evaporated under vacuum giving a yellow-orange powder.  
2,2'-((1E,1'E)-(cyclohexane-1,2-diylbis(azanylylidene))bis(methanylylidene))bis(4-
nitrophenol) (10).  Trans-1,2-diaminocyclohexane (0.180 mL, 1.50 mmol) and potassium 
hydroxide (0.169 g, 3.01 mmol) were dissolved in 1.5 mL ethanol and heated then added to a 
heated, ethanolic solution of  2-hydroxy-5-nitrosalicylaldehyde (0.499 g, 2.99 mmol).  The 
solution was refluxed for 30 minutes.  A clear, deep red solution was formed.  The product was 
evaporated under vacuum obtaining a red-orange solid.  
1
H NMR (CDCl3, Fig. 8): δ 8.42 (s, 2H), 
8.25 (d, 2H), 8.21 (d, 1H), 8.18 (d, 1H), 6.95 (d, 2H), 3.72 (m, 10H). 
26 
 
 
Figure 8. 
1
H NMR spectrum of 10. 
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6,6'-((1E,1'E)-(cyclohexane-1,2-diylbis(azanylylidene))bis(methanylylidene))bis(2,4-
dinitrophenol) (11).  Triethylamine (0.328 mL, 2.35 mmol) was dissolved in 6 mL ethanol and 
added to a solution of 3,5-dinitrosalicylaldehyde (0.502 g, 2.37 mmol) dissolved in 23.5 mL 
warm ethanol.  An ethanolic solution of trans-1,2-diaminocyclohexane (0.140 mL, 1.17 mmol) 
was slowly added to the aldehyde solution dropwise.  The solution was refluxed for thirty 
minutes.  A clear, yellow-orange solution was formed.  The solvent was pulled off using vacuum 
leaving a bright yellow solid.  
1
H NMR (CDCl3, Fig. 9): δ 9.01 (d, 1H), 8.95 (d, 1H), 8.49 (d, 
1H), 8.44 (d, 1H), 8.32 (s, 1H), 5.75 (s, 1H), 3.72 (m, 2H), 3.60 (m, 6H), 3.18 (m, 2H). 
 
Figure 9.  
1
H NMR spectrum of 11. 
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                             (8)                                                                                 (9) 
 
 
(10) 
 
(11) 
Figure 10. Ligands synthesized with a cyclohexyl group substituted on the diamine backbone. 
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Synthesis of Complexes 
 
Figure 11.  General scheme for complex syntheses.  1 to 1 salen ligand to metal salt were added 
to alcohol solvent then refluxed to produce the complex. 
 
 
 [Co-1] (12).  1 (0.052 g, 0.19 mmol) was dissolved in 2.3 mL dichloromethane and added 
to a methanolic solution of cobalt(II) acetate tetrahydrate (0.094 g, 0.38 mmol).  Solution was 
allowed to stir overnight producing a dark brown solution with fine precipitate.  The solvent was 
removed under vacuum giving a dark brown solid.  This solid was dissolved in 6.9 mL 
dichloromethane, and 6 mL of 0.5 M triflic acid was added to give a biphasic gray-brown 
solution which stirred overnight.  2.3 mL of methanol was added to the solution and it was 
transferred to a separatory funnel where the organic layer was washed three times with 9 mL 0.5 
M triflic acid each time.  The aqueous layers were thrown out and the dichloromethane layer was 
removed leaving behind some solid.  This solid was dissolved in ethyl acetate and collected; the 
solution was dried under vacuum giving a black powder.  The solid was insoluble in 
dichloromethane and formed an oil that was soluble in water.  This complex and all other cobalt 
salen complexes are paramagnetic at room temperature and thus no 
1
H NMR is observed.
18
 
 [Co-2] (13).  Cobalt(II) chloride hexahydrate (0.029 g, 0.12 mmol) was dissolved in 7.5 
mL ethanol and added to a heated, ethanolic solution of 2 (0.051, 0.12 mmol).  The resulting 
solution was refluxed for one hour.  A dark green-brown solution with a dark precipitate was 
formed.  A dark green solid and a clear, dark green filtrate were obtained by filtration.  The 
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filtrate was dried to give more dark green powder.  Both the original solid and solid from the 
filtrate were insoluble in dichloromethane. 
 [Co-3] (14).  Cobalt(II) tetrafluoroborate hexahydrate (0.030 g, 0.09 mmol) dissolved in 
1.25 mL ethanol was added dropwise to an ethanolic solution of 3 (0.050 g, 0.09 mmol) 
dissolved in 1.0 mL ethanol.  1 mL of 0.5 M NaOH was added to the reaction solution followed 
by reflux for 30 minutes.  A dark brown solution with dark precipitate was formed.  A brown 
solid was obtained by filtration with cold ethanol.  A brown filtrate was also obtained which 
yielded more brown powder upon evaporation.  Neither solid was soluble in acetonitrile. 
 [Co-4] (15).  Cobalt(II) acetate tetrahydrate (0.153 g, 0.61 mmol) was dissolved in 4.5 
mL methanol and added to a solution of 4 (0.200 g, 0.61 mmol) dissolved in 2.5 mL toluene.  
Both solutions were degassed with argon and then the cobalt solution was added to the ligand 
solution and left to stir overnight in argon atmosphere.  A dark red solution with red precipitate 
was formed.   0.211 g of red-brown solid was obtained upon filtration (yield = 83%).   
 
 
 
 
 
 
 
 
 
 
31 
 
  
(12) 
 
 
(13) 
 
 
(14) 
 
 
(15) 
Figure 12.  Cobalt(II) complexes synthesized using non-substituted diamine backbone ligands. 
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 [Co-5] (16).  Cobalt(II) chloride hexahydrate (0.021 g, 0.09 mmol) was dissolved in 7.5 
mL ethanol was added to a heated, ethanolic solution of 5 (0.051 g, 0.09 mmol).  The solution 
was refluxed for one hour forming a clear, dark green-brown solution.  This solution was 
evaporated to give a dark green solid that was soluble in dichloromethane. 
 [Co-6] (17).  Cobalt(II) chloride hexahydrate (0.033 g, 0.14 mmol) was dissolved in 7.5 
mL ethanol was added to a heated, ethanolic solution of 6 (0.101 g, 0.14 mmol).  The solution 
was refluxed for one hour forming a dark, red-brown solution with a dark precipitate.  0.066 g of 
a dark green powder were obtained upon filtration (yield = 59%).  This solid was partially 
soluble in dichloromethane.  The filtrate was saved and evaporated to give a dark green-brown 
solid which was also soluble in dichloromethane. 
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Figure 13.  Cobalt complexes synthesized using ligands with phenyl substituents on the diamine 
backbone. 
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 [Co-8] (18).  Cobalt(II) tetrafluoroborate hexahydrate (0.106 g, 0.31 mmol) and 8 (0.101 
g, 0.31 mmol) were added to separate flasks and flushed with argon while about 70 mL of 
methanol was degassed with argon in another flask.  30 mL of degassed methanol was added to 
the ligand flask and 11 mL degassed methanol was added to the cobalt flask.  Both solutions 
were heated to near reflux before transferring the cobalt solution to the ligand solution.  The 
resulting solution was refluxed under argon for thirty minutes.  A clear, red-orange solution was 
formed and stored in the refrigerator overnight.  The cooled solution was filtered through celite 
and put back in the refrigerator in an attempt to grow crystals.  This reaction was also run in air 
with the same apparent results, except the solution was evaporated to obtain a dark brown solid 
which was soluble in methanol, acetone, and acetonitrile. 
[Co-9] (19).  Cobalt(II) chloride hexahydrate (0.020 g, 0.09 mmol) dissolved in 15 mL 
ethanol was added to 9 (0.049 g, 0.09 mmol).  The solution was refluxed for one hour.  A brown 
solution with brown precipitate was formed.  0.043 g of red-brown solid was obtained upon 
filtration (yield = 69%).  The solid was fairly soluble in chloroform and dichloromethane. 
 [Co-10] (20).  Cobalt(II) tetrafluoroborate hexahydrate (0.0824 g, 0.24 mmol) and 10 
(0.100 g, 0.24 mmol) were flushed with argon separately while about 80 mL methanol was 
degassed with argon in another flask.  30 mL of methanol was added to the ligand flask and 11 
mL was added to the cobalt flask.  Both solutions were heated to near boiling before the cobalt 
solution was added to the ligand solution.  The resulting solution was refluxed under argon for 
half an hour.  A red-brown solution with red precipitate was formed and stored in the refrigerator 
overnight.  The solution was filtered through celite and the clear red-orange filtrate was 
evaporated to give a yellow-brown solid.  This solid was soluble in acetonitrile.  This reaction 
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was also carried out in normal air conditions, but gave a green-brown precipitate that was only 
slightly soluble in acetonitrile. 
 [Co-11] (21).  Cobalt(II) tetrafluoroborate hexahydrate (0.123 g, 0.36 mmol) and 11 
(0.150 g, 0.30 mmol) were placed in separate flasks and flushed with argon while about 70 mL 
methanol was degassed with argon in another flask.  30 mL degassed methanol was added to the 
ligand flask and 12 mL was added to the cobalt flask.  Both solutions were heated to near boiling 
before the cobalt solution was transferred to the ligand solution.  The resulting solution was 
refluxed for 30 minutes.  A clear, dark red-brown solution was formed.  This solution was put in 
the refrigerator for the night.  The cooled solution was filtered through celite then put in the 
refrigerator again to form crystals.   
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Figure 14.  Cobalt complexes synthesized using ligands with cyclohexyl group substituent on 
diamine backbone. 
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Crystal Growth 
 Crystallizations were attempted for all complexes which were found to be soluble in at 
least one solvent.  Two methods were used.  The first was basic recrystallization in which the 
compound was dissolved in a solvent, heated to evaporate off some of the solvent, and then 
cooled in a refrigerator to develop crystals.  All of the ligands were recrystallized in an effort to 
purify them.  The second approach was slow diffusion, wherein the complex was dissolved in a 
solvent and then layered with another solvent which was miscible with the first, but in which the 
complex was insoluble.  The two solvents would diffuse into one another causing crystals to 
slowly form. 
  
Electrochemistry of Cobalt Cyclohexylsalen Complexes 
 Cyclic voltammetry experiments were performed on crystals of 18, 20, and 21.  All 
experiments were done airfree in argon flushed acetonitrile solutions 0.5 mM in catalyst with a 
glassy carbon working electrode, platinum counter electrode, and saturated calomel (SCE) 
reference electrode.  Tetrabutylammonium hexafluorophosphate (TBAPF6) was used as a 
supporting electrolyte.  All experiments were performed at a scan rate of 200 mV/s.  From these 
studies we were able to probe of the catalytic activity of each compound.    
 
 
 
 
 
 
38 
 
Results and Discussion 
 
Catalyst Design 
 The main goal in studying cobalt salen complexes was to characterize metal complexes 
made with highly tunable, easily synthesized ligands.  In particular the effects of adding electron 
withdrawing groups to the salen ligand were of great interest.  It has been proposed and 
demonstrated that adding electron withdrawing groups reduces the d-orbital electron density at 
the metal center, thus allowing for easier reduction and subsequent protonation of the metal 
center at more positive potentials.
20
  With this in mind the first ligands studied included nitro or 
bromide groups on the phenyl rings of the ligand.  However, cobalt complexes of these 
compounds were noted to be insoluble or only slightly soluble in both polar and nonpolar 
solvents when using the synthesis described by Böttcher et al.
21
  Insolubility presented major 
issues with regards to crystallizing the complexes.  Different synthetic methods were tested in 
the complexation reaction to form 14 and 15.
22,23
  Unfortunately, these syntheses produced 
complexes with similar solubility issues.  Testing these different syntheses demonstrated that the 
solubility problem could not be solved by modifying synthetic routes. 
 Our next step in attempting to improve solubility was to modify the diamine backbone of 
the complexes.  We proposed that the solubility issues could be stemming from pi-stacking 
between the phenyl rings of the salen ligands due to the planar geometry of the molecules.  To 
remedy this two different structural additions were tested.  One was the introduction of two 
additional phenyl groups on the diamine backbone.  We hoped that the phenyl groups would be 
able to orient out of plane with the other phenyl rings and thus could interrupt the pi-stacking 
present.  The other method was to introduce a cyclohexyl group on the diamine backbone.
22,24
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The cyclohexyl group would also interrupt pi-stacking through its orientation out of the plane of 
the rest of the molecule. 
 We first tested the two proposed modifications by adding the two phenyl groups on the 
diamine backbone with the synthesis of 6.  6 was complexed with cobalt to give 17, which was 
fairly soluble in dichloromethane and somewhat soluble in acetonitrile.  Though the solubility 
issue seemed to have been fixed, crystals were not obtained for this complex despite several 
attempts with the complex dissolved in dichloromethane diffusing into ether or hexanes. 
 As proof of concept another salen ligand was synthesized with two phenyl groups 
replacing the electron withdrawing groups on the phenyl rings of the aldehydes.  The resulting 
diphenyl-salen ligand (2) was complexed with cobalt to give 13, but was not found to be very 
soluble in any solvents; likely because the added phenyl groups remained in plane with the rest 
of the molecule allowing pi-stacking to remain. 
 The diamine backbone was then modified with a cyclohexyl group through synthesis of 9 
and 10.  These were both complexed with cobalt to give 19 and 20.  19 was soluble in 
dichloromethane and chloroform, and it was somewhat soluble in methanol, hexanes, toluene, 
water, and acetonitrile.  20 was soluble in acetonitrile and somewhat soluble in methanol, 
dichloromethane, toluene, chloroform, and water.  Most importantly, crystals of 20 were 
obtained by slow diffusion of the complex dissolved in acetonitrile diffusing with ether.  
Obtaining crystals was a significant breakthrough and allowed us to move forward with X-ray 
diffraction attempts as well as electrochemical studies. 
 A synthesis of the cyclohexyl and diphenyl substituted diamine bridges along with crystal 
formation methods for these compounds was found in a paper by the Gray group.
19
  Following 
this synthetic route we were able to obtain crystals of 18, 20, and 21.  Single crystals of both 18 
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and 20 were subject to attempted X-ray diffraction experiments for structure elucidation, but 
twinning of the crystals led to poor-quality X-ray data.  21 has yet to be studied by X-ray 
diffractometry.  Being able to crystallize and purify 18, 20, and 21 allowed us to see if adding 
electron withdrawing groups would activate cobalt salen complexes toward hydrogen generation 
catalysis. 
 
Electrochemical Studies 
 Once the solubility issues had been solved and crystals had been grown for a series of 
complexes differing only in the electron-withdrawing substituents we were able to move ahead 
with electrochemical experiments to characterize their catalytic activity.  Crystals were important 
to obtain for electrochemical experiments in order to ensure high quality results free from 
erroneous data resulting from impurities.  All of our electrochemical experiments on cobalt salen 
complexes were performed in acetonitrile using a solution that is 0.5 mM complex and 0.1 M in 
(TBAPF6).  The potentials for the Co(II)/Co(I) redox couples varied from -0.48 to -1.37 between 
18, 20, and 21.  The structures of 18, 20, and 21 provided a series of complexes with different 
electron densities around the metal.  Therefore, this series was of particular interest to study for 
proton reduction.  
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Figure 15.  CV of 0.5 mM 21 and 0.1 M TBAPF6 taken in acetonitrile without any acid added. 
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Figure 16.  CV of 0.5 mM 20 and 0.1 mM TBAPF6 in acetonitrile without acid added. 
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Figure 17.  CV of 0.5 mM 18 and 0.1 mM TBAPF6 taken in acetonitrile without any acid added.   
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It was necessary to take a baseline, acid-free run in order to determine at what potential a 
redox couple appears.  The redox couple gave an idea of the potential at which catalytic activity 
occurs.  The acid free runs gave a good point of comparison between the three complexes of 
interest.  It was hypothesized that 21 would have the most positive redox couple because it had 
the most electron withdrawing groups followed by 20 and finally 18.  The series of cyclic 
votammagrams (CVs) highlighted in Fig. 11, Fig. 12, and Fig. 13 and summarized in Table 1 
shows that this is the case.  In Fig. 11 we see 21 has a redox couple at about -0.48 V followed by 
a more negative redox couple at -0.62 V for 20 in Fig. 12 and a redox couple at about -1.37 for 
18 in Fig. 13. 
 
Complex E1/2 
18 -1.37 V 
20 -0.62 V 
21 -0.48 V 
Table 1.  Summary of the potentials at which Co(II)/Co(I) redox couples are observed (E1/2). 
  
 
Cyclic voltammetry can be used to probe the catalytic activity of these complexes.  In a 
typical experiment, an organic acid, which acted as a proton source, was introduced and a CV 
was obtained to determine if a catalytic wave was present.  We used 1.1 M trifluoroacetic acid 
(TFA) for our acid additions.  The first acid addition experiment was performed on 21.  Upon 
acid addition a catalytic reduction wave was noted to grow on top of a redox couple at the 
relatively positive potential -0.6 V. 
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Figure 18.  Study of solution of 0.5 mM 21 and 0.1 M TBAPF6 taken in acetonitrile with no acid 
(black), 2.2 mM TFA (red), 4.4 mM TFA (green), 6.6 mM TFA (purple), 8.8 mM TFA (blue). 
  
 The next complex studied was 20, containing two fewer nitro groups in its structure.  The 
electrochemical runs were performed using small crystals of the complex recrystallized using the 
Gray paper synthesis.
19 
 Compared to 21 this complex did exhibit a redox couple at a more 
negative potential of -0.62 V with a catalytic wave growing on top at about -0.8 V with acid 
additions (Fig. 15). 
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Figure 19.  Study of solution of 0.5 mM 20 and 0.1 M TBAPF6 in acetonitrile with with no acid 
(black), 2.2 mM TFA (red), 4.4 mM TFA (green), 6.6 mM TFA (purple). 
 
 
 18 was studied lastly in this series of complexes.  Since this complex contained no 
electron-withdrawing substitutions to the phenolate rings it was expected to have the least 
catalytic activity at relatively positive potentials.  Acid addition studies did indeed show that 18 
was not a catalyst for proton reduction, with a redox couple in no acid at a very negative value of   
-1.37 V and no noticeable catalytic wave (Fig 16).   
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Figure 20. Study of solution of 0.5 mM 18 and 0.1 M TBAPF6 in acetonitrile with no acid 
(black), 4.4 mM TFA (red), 8.8 mM TFA (green), 13.2 mM TFA (purple), 17.6 mM TFA (blue). 
 
 
 All of the electrochemical data obtained from CVs with and without acid are summarized 
neatly in Table 2.  As expected, 21, with the greatest number of electron withdrawing groups, 
was the most active catalyst at positive potentials. 
 
Complex E1/2 Onset of Catalytic Wave 
18 -1.37 V N/A 
20 -0.62 V -0.8 V 
21 -0.48 V -0.6 V 
Table 2.  Summary of the potentials at which Co(II)/Co(I) redox couples are observed (E1/2) and 
potentials at which the onset of a catalytic wave is noted for each of the three complexes studied. 
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Conclusion 
 
 Many different salen ligands and cobalt salen complexes were synthesized.  Early 
solubility issues were solved by synthesizing salen ligands with phenyl and cyclohexyl 
substituents on the diamine backbone to disrupt pi-stacking and improve solubility.  Having 
more soluble complexes allowed crystals of 18, 20, and 21 to be obtained and electrochemistry 
to be performed.  These three complexes were studied to demonstrate the relationship between 
the number of electron withdrawing substituents and catalytic activity.   
 Further research into cobalt salen complexes is necessary.  Ongoing efforts involve 
obtaining better single crystals to study crystallographic data for 18, 20, and 21.  Other directions 
include studying the properties of other cobalt salen complexes, and eventually studying iron 
salen complexes. 
 We report that addition of electron withdrawing groups to cobalt salen complexes 
produces proton reduction catalysts.  Electrochemical data supported the hypothesis that more 
electron withdrawing groups in cobalt salen complexes operate at more efficient potentials with 
high activity. 
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